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INTERNATIONAL ATOMIC WEIGHTS 
(Atomic Weights relative to °C = 12 exactly) 



































Atomic Atomic Atomic Atomic 
Number Name Symbol Weight Number Name Symbol Weight 
1 Hydrogen H 1.008 31 Gallium Ga 69.72 
2 Helium He 4.003 32 Germanium Ge T2259 
3. ~=Lithium Li 6959 33 Arsenic As 74-92 
4 Beryllium Be GLOn2Z 34 Selenium Se 78.96 
5 Boron B 10.81 35 Bromine Br 799A 
6 Carbon G 12705 36 ~=Krypton Kr 83.80 
7 ~~ Nitrogen N 14.01 Si), Rubidium Rb 85.47 
8 Oxygen O 16.00 38 Strontium Sr 87.62 
9 Fluorine F 19.00 39 =Yttrium Yi 88.91 
10 Neon Ne Z20R16 40 = Zirconium PAE Cher 
Wi Sodium Na 22599 41 Niobium Nb 9229 
12 Magnesium Mg 24.31 42 Molybdenum Mo 95.94 
13. Aluminium Al 26.98 43 Technetium* Tc (99) 
14 = Silicon Si 28.09 44 Ruthenium Ru LON 
15 Phosphorus 2 30.97 45 Rhodium Rh 102.9 
16 Sulphur S 32.06 46 Palladium Pd 106.4 
17 ~~ Chlorine Cl 35.45 47 Silver Ag 107.9 
18 Argon Ar 39.95 48 Cadmium Cd lit Zea 
19 Potassium K Soe10 49 = Indium In MiaeS 
20 Calcium Ca 40.08 50. ~=OTin Sn st Say. 
21 Scandium Sc 44.96 51 Antimony Sb 12428 
22 ~=Titanium Ti 47.90 52 Tellurium Te 127.0 
23 Vanadium V 50.9.4 53 _—lodine | 126.9 
24 Chromium Cr 52200 54 Xenon Xe Isles 
25 Manganese Mn 54.94 55 Caesium Cs 132.9 
26 Iron Fe 55.85 56 Barium Banta 7ec 
27 Cobalt Co 58.93 57 Lanthanum La 138.9 
28 ~~ Nickel Ni 5Br7 1 58 Cerium Ce 140.1 
29 Copper Cu 63.54 59  Praseodymium Pr 140.9 
30 Zine Zn 65.37 60 Neodymium Nd 144.2 


*Unstable elements 


Parenthetical numbers refer to the mass number (not the atomic weight) of the 
isotope with the longest half-life. 


INTERNATIONAL ATOMIC WEIGHTS 
(Atomic Weights relative to °C = 12 exactly) 
































Atomic Atomic Atomic Atomic 
Number Name Symbol Weight Number Name — Symbol Weight 
61 Promethium* Pm (145) 86 Radon* Rn (222) 
62 Samarium Sm 150.4 87 ~~ Francium* Fr (223) 
63  Europium Eu 5250 88  Radium* Ra (226) 
64 Gadolinium Gd V5 723 89 =Actinium* Ac (227) 
65  ~ Terbium Tb 158.9 90 ~=Thorium* Th 232.0 
66 Dysprosium Dy 162.5 91 Protactinium* Pa (231) 
67 Holmium Ho 164.9 G2 Uranium* U 238.0 
68 Erbium Er 167.3 93 Neptunium* Np (237) 
69 Thulium Tm 168.9 94 Plutonium* Pu (242) 
70 ~=-Ytterbium Tag ®) 95 Americium* Am (243) 
7A Lutetium Lu 1250 96 Curium* Cm (248) 
72 ~~ Hafnium Hf 1735 97  ~Berkelium* Bk (247) 
73° ~=Tantalum Ta 180.9 98  Californium* Cf (249) 
74 ~~ Tungsten WwW 183.9 99 Einsteinium* Es (254) 
75 ~~ Rhenium Re 136.2 100 Fermium* Fm (253) 
76 Osmium Os 190.2 101  Mendelevium* Md (256) 
77 ‘Iridium Ir 192.2 102 Nobelium* No (254) 
78 ~~ Platinum Pt 195.1 103. Lawrencium* Lw (257) 
i eee sO1d Au ISTO 104 = (Kurchatovium) 
80 Mercury Hg 200.6 
81 ~~ Thallium TI 204.4 
82 Lead Pb 20732 
83. Bismuth Bi 209.0 
84  ~ Polonium* Po (2 10) 
85 = Astatine* At (2 10) 


*Unstable elements 


Parenthetical numbers refer to the mass number (not the atomic weight) of the 
isotope with the longest half-life. 















After the completion of this unit, you should know about: 
@ the wide range in rate for different chemical reactions; 


@ the wide range in rate for the same chemical reactions when 
conditions are changed; 


e defining and measuring reaction rate; 


@ the inconsistency of rate and its dependence on the factors: 
(a) concentration, 
(b) temperature, 
(c) catalysts and catalysis; 


@ the measurement of concentration changes; 


e the collision theory as a theoretical background to reaction 
rates; and ; 


@ reaction mechanism involving the formation of activated 
complexes. 

You should be able to: 

e@ solve simple rate problems; 


@ construct graphs and interpret data in order to calculate 
specific rate; and 








@ measure a reaction rate in the laboratory. 


Introduction 


Why should a car increase speed when the accelerator is de- 
pressed? Those with some knowledge of motor mechanics will 
answer that depressing the accelerator allows more petrol and 
air to vaporize through the carburettor into the combustion 
chamber of the engine. But why should more petrol and air 
increase engine revolutions, so increasing the speed of the vehicle? 
It might come as a surprise that the chemist, rather than the 
mechanic, can best supply the answer. 

This problem is one of many studied and answered under the 
general topic of ‘rates of chemical reactions’. 

Most of you are aware that different chemical reactions occur at 
different rates, but you may be unaware of how great these differ- 
ences are. Some reactions are slow, for example, the rusting of 
iron; some are moderate, for example, the burning of a wood 
fire on a cold winter’s evening; some are uncomfortably fast, for 
example, that Australian summer hazard, the bushfire; and some 
are instantaneous, for example, an explosion. 

Not only do different reactions occur at different rates, but the 
same reaction can also have an enormous range in reaction rates, 
depending on conditions. For example, the reaction between the 
gases hydrogen and oxygen at room temperature is so slow that, 
if the whole world’s atmosphere was made up of hydrogen and 
oxygen in a volume ratio of two to one, only a few molecules 
would react in a century. However, if you lit a match, that is 
increased the temperature of some reactants, the result might well 
be described as ‘world shattering’. An increase in temperature 
has a spectacular effect on the rate for this reaction and for many 
others. Why? 

The study of reaction rates will help you answer these questions. 
Because it also provides an insight into the way in which reactants 
come together and rearrange themselves to form products, it will 
help you develop a more thorough understanding of chemistry. 

The practical application of reaction rate theory is also im- 
portant. The chemist in industry often meets a reaction which is 
both desirable and economically feasible, but goes either too fast 
or too slow. It is his knowledge of reaction rates that enables 
such a reaction to be brought to the desired rate for effective com- 
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mercial development and, it is to be hoped, for the eventual 
betterment of mankind. 


The Concept of 
Rate of Chemical Reaction 


The Meaning of Reaction Rate 


In the introduction, the term ‘reaction rate’ was used without 
definition. It is now necessary to determine what 1s meant exactly 
by ‘reaction rate’ or ‘rate of reaction’. The term reaction, itself, 
implies that a chemical reaction has occurred. That is, the re- 
actants are, to some extent, changed into products. Rate implies 
time. Hence reaction rate means a chemical reaction in which time 
is considered. Observations in the laboratory have shown that 
chemical reactions, considered from a time point of view, can be 
conveniently grouped under three arbitrarily chosen headings. 


These are: 


(a) Reactions fast nough to be regarded as instantaneous 

An example here is the reaction between silver ions, Ag* and 
chloride ions, Cl-, brought about by mixing solutions of these 
two ions. The precipitation of white silver chloride is instan- 
taneous: 


Agty + Clan = AgCle 


(b) Slow enough to be observable 

An example of a slower reaction is that which occurs when a coil 
of magnesium ribbon 1s dropped into a solution of dilute acid. 
The evolution of hydrogen is observable, and the reaction takes 
an observable time for completion. 


Mg) oy 2H,0+ - Meta a is Be + 2H,O 


(c) Apparently no reaction at room temperature, but the reaction 
may proceed at higher temperatures 
The reaction between nitrogen, N,, and oxygen, O,, is an example. 
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There appears to be no reaction at all at room temperature but 
at high temperatures some formation of nitric oxide is possible. 
high 


temperatures 


N3@) ae O4(¢) “a 2NO@®) 


During an electrical storm, 1ightning produces such a synthesis 
from the oxygen and nitrogen in the air. 

But how fast 1s fast, and how slow is slow? Obviously, the time 
factor must be measured; as different people would give different 
answers to this question. 

It is simpler to begin a time study with reactions classified 
under (b), (that is, reactions with observable rates), so that com- 
plications involving very small or very large intervals of time are 
not introduced. It is difficult to study the rate of a reaction taking 
10~° seconds to occur! 

Consider the example given in (b) above. When magnesium is 
added to dilute hydrochloric acid, hydrogen is evolved and the 
magnesium gradually disappears. As magnesium is used hydrogen 
is formed. One method for determining the rate for this reaction 
would be to weigh the magnesium to be used and, after a certain 
interval of time, remove the unused magnesium and reweigh it. 
The amount of magnesium used over an interval of time would be 
a measure of the rate. 

Alternatively (and this is easier experimentally) weigh the mag- 
nesium, and then determine the time taken for this sample to 
react completely. 

The rate for this reaction could then be expressed as the varia- 
tion in concentration of a reactant, namely magnesium, with 
time, just as the speed of a vehicle is measured as distance travelled 
in a certain time—expressed as miles per hour. 

Is another alternative possible? Yes, if a device for the collection 
of the hydrogen evolved could be attached. Then the amount of 
evolved hydrogen can be measured, and the rate could be ex- 
pressed as the variation in concentration of a product, namely 
hydrogen, with time. 

For the example discussed, the rate could be quantitatively 
expressed as either 


amount of magnesium reacted 
time (in seconds) for reaction 





reaction rate = 


amount of hydrogen evolved 
time (in seconds) for reaction 





or reaction rate = 


The balanced equation for this reaction: 
Mg) = 2H;0* a5 Mgid a H¢) =- 2H,0 


shows that for every mole of magnesium consumed there is one 
mole of hydrogen evolved. Thus hydrogen is evolved as fast as 
the magnesium is consumed, which means that the rate in terms 
of magnesium is numerically the same as the rate in terms of 
hydrogen. 

However, it is important to realize that the rate of production 
of a product is not necessarily equal to the rate of consumption of 
a reactant. What this relationship is, will be determined by the 
stoichiometry of the reaction. Stoichiometry comes from the 
Greek stoicheion meaning element, so a literal meaning for this 
word would be ‘measuring elements’. But in chemistry its meaning 
is much fuller than this: the study of quantitative relationships 
between reactants and products, as implied by the chemical 
equation describing the reaction. 

Consider the oxidation of the iron H ion, Fe%,, by acidified 
permanganate ion, MnOjz,,,. The reaction rate expressed in 
terms of products or in terms of reactants for this reaction: 

Mn04,,,) =- 8H3,07 = SFe77), ——— Mniy 1 he aye ee © 


(aq) 


may or may not be the same. The rate of formation of Mn?* 
will be the same as that for the removal of MnOj, because 
the equation shows that for every ion of MnQOj reacting there is 
one ion of Mn’+ formed. But both these rates will differ by a 
factor of five compared with the rates expressed in terms of Fe?+ 
or Fe%+ because for every ion of MnO; used there would be five 
Fe?+ ions used and five Fe*+ ions formed. 

To differentiate between the formation of a product and the 
consumption of a reactant, positive (+) and negative (—) signs 
could be used. A positive rate would be one measuring a product’s 
formation, whilst a negative rate would be one measuring a 
reactant’s consumption. However, the use of signs is not neces- 
sary as it is the usual practice for the particular participant in the 
reaction being studied to be specified in any quantitative expression 
of rate. 
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The rate of a chemical reaction is an expression giving the variation in 
the concentration of a participant per unit time. 


For an example reaction given by the hypothetical equation: 
ee ee ee 


the rate can be equally as well expressed as 


change in concentration of A 








a —— 
(a) time interval 
change in concentration of B 
or (b) : 
time interval 
change in concentration of C 
or (Cc) 





time interval 


The concentration units commonly used in reaction rate studies 
are: 

(a) For reactions in solution, moles per litre (mol 1-*). 

(b) For gaseous reactions, (i) moles per litre (mol 1) or, less 

frequently, (ii) partial pressures. 

(c) For solids reacting, moles, (mol). 

Molar concentrations are represented by square brackets, [ ]. 
Thus the concentration of reactant A in moles per litre is denoted 
by [A]. Changes are denoted by A ; so a change in concentration 
of A can be represented as A[A]. 

Using this symbolism, and R to denote rate, the rates for the 
hypothetical reaction, A + 2B —-> 3C, may be expressed as: 








A[A 
(a) Ra, = : 
A[B 
type eee 
if reactants are used, or by: 
A[C] 





Ro e< 


if products are used. 


PROBLEM ze 
Are Ria), Rig) and Ric, for the above reaction, equal? i 
If not, how are they related ?_ : “es 


Solution 

The equation for the reaction A + 2 B —~» 3 C shows that for each 
mole of A, 2 moles of B react to form 3 moles of C. | 
Rates are not equal because, if 1 mole of A is consumed in a given in- 
terval of time, 3 moles of C are produced during the same time. Thus the 
rates are related: 





Ria) = th Rwy = 4 Roy 
3Riay = 4 Rey = Re) 


Do not become confused. Generally only one rate is used for any 
given reaction and the one chosen will depend on which change 
in concentration is the easiest to measure accurately under experi- 
mental conditions. 

For example, in determining the rate for a reaction between 
Mg, and H,O+, the change in concentration of Mg, is the 
easier to determine and hence, the reaction rate would be ex- 
pressed initially in moles of magnesium per time interval. Having 
determined the rate in terms of one participant, the rate in terms 
of any other participant can be calculated from the balanced 
equation describing the reaction. 

Reaction rate has units. If the reaction is in solution, then the 
units for R would be mol /~' s~' if seconds are the time units. 
Time can be in whatever unit 1s most suitable, milliseconds for 
faster reactions, hours for slower reactions. 


PROBLEM 

0.144g of magnesium ribbon was placed in dilute hydrochloric acid and 
it took 30 seconds to react completely. What would be the rate for this 
reaction? (Mg = 24) 


Solution 
moles of magnesium reacted 
rate = —___ 
time interval 
0.144g of Mg = ans moles of Mg 
.. rate = a x ap mol s-' 
= 0.0002 mol s~' 
‘. rate in terms of magnesium consumed = 2 x 10-4 mol s~' 





PROBLEM 
Bromine will oxidize formic acid to CO,; the balanced equation for this 
reaction in an aqueous solution is: 


HCOOH aq) + Brajaq) = COx™) + 2Hsy) + 2 Brig) 


If the initial concentration of Brz/.q)is 1 x 1072 M and after 50 seconds 
the concentration falls to 1 x 10~° M, determine the rate of reaction in 
terms of consumption of bromine. What is the rate in terms of (i) COx,) 
produced, and (ii) H/3,) produced ? 


Solution 
Ratouee moles of bromine reacted 
time interval 
_ 0.01 — 0.001 a ae 
= mettre 50) ceeas mol / Ss 
= ome molse. sm. 


= 1.8 x 107* mol /-' s7' 


(i) The equation shows that for every mole of Br. reacted, one mole of 
CO, is evolved. 
.. fate in terms of CO, produced = rate in terms of Br, reacted 

11-0) Om umole 1s a0 


(ii) For every mole of Br, reacted, 2 moles of Haq) are produced. 
.. fate in terms of Hag) is twice that in terms of Br>, and = 3.6 x 10-4 
DOW mers. | 


Is Reaction Rate Constant ? 


Any keen observer of the magnesium with dilute acid reaction 
(acid-metal reaction) will report that the reaction is more vigorous 
at the start than at the finish; a similar report can be made from 
observations of an acid-carbonate reaction. The course of these 
reactions can be followed by determining the weight changes as 
the gas is evolved. A simple way to do this is to place a conical 
flask containing the dilute acid on an open-top pan type of direct 
reading balance and to add pieces of marble or metal. A loose plug 
of cotton wool is inserted to prevent acid spray damage and the 
weight readings are taken at one minute intervals. 

Figure 2 shows some typical results summarized in graph form. 
What can be learnt from this graph? Consider the first minute of 
reaction. During this time interval the weight of carbon dioxide 
or hydrogen evolved is indicated by OX. XY indicates the weight 
loss from the second one minute time interval and YZ the loss 


tl 





Figure 1. Measuring a reaction rate—here the rate of the reaction between 
marble (calcium carbonate) and dilute acid is being measured 


Loss in Weight, in grams 
< 





O 1 2 3 4 5 6 Fi 8 9 10 ibd 
Time, in minutes 


Figure 2 . 


from the third time interval. OX is greater than XY, and XY is 
greater than YZ. Simply stated, this means that the amount of gas 
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given off as time increases is becoming smaller and smaller, or 
the rate of reaction descreases as time increases. 

The flat section of the graph shows that no further reaction is 
occurring. If some marble or metal is left at this stage, then the 
reaction has stopped because there is no more acid. As the acid 
is used, so the reaction slows down. The concentration of acid 
directly influences the rate of these reactions. 

These and other experiments have shown that for most reactions 
the rate does in fact change with time; reactions generally become 
slower as time extends because reactant concentrations decrease. 
This is just another way of saying that the concentrations of 
reactants and products show most change at the beginning of a 
reaction. 

Therefore, the answer to the question ‘Is reaction rate constant?” 
is “No!’. Because rate is not constant, the rate determined in the 
problems on pages 6 and 7 should be qualified by using the 
term ‘average rate’. Rates determined over a period of time are 
average rates, because the rate has changed during the time 
interval. 

The rate at a specified time is termed the specific rate, and can 
be determined from experimental evidence about change of 
concentration with time, summarized in graph form. 

Consider again the graph in figure 2, but with the sections for 
equivalent time intervals drawn as straight lines. 


Loss in weight, in grams 
< 


O 1 2 3 4 5 6 v; 8 9 10 11 
Time, in minutes 


Figure 3 


Which is the steepest of these lines? The first. When the gradient 
is steepest the reaction is fastest, so that there is no gradient at 
all when the reaction is complete. For the graphs of concentration 
changes against time, the steepness of the curve is an indication 
of the rate. 

The specific rate, that is, the rate at a given time, is obtained by 
determining the steepness of the curve at the time interval re- 
quired. Steepness, or slope, is determined by drawing a tangent to 
the curve at the required point in time. This technique is best 
illustrated by another example. 

The pyrolysis, that is, decomposition by heat, of acetaldehyde 
at 500°C gives carbon dioxide and methane, and is a fairly slow 
reaction. 


heat 
CH,CHO,, = CO,, + CH 


2(g) 4 (g) 

Because one mole of acetaldehyde gives 2 moles of products, there 
is an increase in pressure as the reaction proceeds, if the volume 
is kept constant. To achieve this the acetaldehyde is placed in a 


closed container fitted with a pressure gauge, and then the con- 


bs Thermometer 


Pressure gauge 
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tainer is brought to the required temperature. The increase in 
pressure observed is related to the increase in concentration of 
products, so, experimentally, the reaction is an easy one to follow 
—the readings are just taken from the gauge. 

Typical results for the pyrolysis of acetaldehyde vapour at 
520°C are indicated in figure 5, 


Pressure, in atmospheres 
increase 


Time, in hours ———> 
Figure 5 


During the first hour the pressure changes are most marked: 
during subsequent hours the net pressure changes are less marked. 


4S 

> 

ie 

oO 

we 

oO 

i) 

o 1 

o 

® 

= O 1 2 S 
= Time, in hours 


Figure 6 


For specific rate, the graph of concentration against time is 
required. From the observed pressure changes, concentration 
changes can be determined and the required graph drawn. The 
rate at a given time ¢ (a specific rate) is given by the slope of the 
curve at this time. The tangent to the curve at time ¢ is drawn and 
extended to cut both axes. 


1] 


Moles of acetaldehyde 


0 1 137 3 
Time, in hours 


Figure 7 


This tangent then gives a concentration change (AC) from the 
vertical axis and a time change (A?) from the horizontal axis, and 
the required 

NG 


reaction rate = 
At 





PROBLEM 

Determine, from the given graph summarizing the observed concen- 
tration changes of acetaldehyde, the specific rate for a pyrolysis of 
acetaldehyde after 1 hour’s decomposition. 

Solution 

The tangent att = 1 hour is drawn and extended to cut both axes. 


At this time AC = 1.2 moles and At 1.8 hours 


Prez ae 
. rate = TS moles hour 


1 


= 0.67 moles hour ' of acetaldehyde 


Another example studies the decomposition of dinitrogen pent- 
oxide (N,O,). 


PROBLEM 


The change of concentration of N20, during its decomposition into NO2 
and O, was studied and the following data obtained. 


1 


t (in minutes) [NOs] 


0 4 
1.5 3.4 
3.0 3.1 
4.5 2.8 
9.0 2.4 
13:5 as 
20:29 13 
27.0 0.9 


(1) Write an equation for the decomposition. 
(2) Plot the graph [N20.] against time. 
(3) Calculate the rate in terms of [N205] att = 10 minutes. 


Answers 
(1) 2N,0, ——— 4NO,+ 0. : 
(2) 

4 

N 

a2) 

3 


N 


Concentration of N,O, in mol |! 


(@) 


Se LON 5a 202 5) 30 
Time, in minutes 


Figure 8 
(3) The tangent at t = 10 minutes cuts both axes such that 
(i) [N205] = 3.2M and (ii) t = 31 minutes, therefore 


Si nOln ane 


specific rate = = 
P 31 minutes 


0.1 mol /~' min~' of dinitrogen pentoxide 


More information about changing rate will be given on page 28. 
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How Are Concentration 
Changes Measured ? 


An ever-present problem facing research and analytical chemists 
is the accurate measurement of concentration changes. This 
measurement of concentration changes is an example of quanti- 
tative analysis. (If you have trouble remembering the difference 
between quantitative and qualitative, think of quantity—that is, 
‘how much’, and quality—that is ‘what kind’.) 

The increasing use of instruments which enable chemists to 
measure concentration changes quickly and precisely has helped 
considerably in the study of reaction rates. For some scientists 
this development of instrumental analysis is one of the most 
important aspects of recent chemical progress. The work of 
reaction rate chemists involves the practical problem of deter- 
mining changes in concentration of a reactant or a product, at a 
given temperature, over a suitable time interval. 

Some of the methods of doing this are considered below but a 
full understanding of these methods is not a necessary prerequisite 
for mastering reaction rate concepts. 


Chromatography 


During the past twenty-five years chromatography has become one 
of the major research and practical analytical techniques available 
to chemists. The word chromatography comes from the Greek 
chroma—colour, and literally means colour writing, because the 
early techniques involved separation according to colour. Chro- 
matography is a technique for separation, purification and inden- 
tification; it is used today for both coloured substances and 
colourless substances, and for gaseous mixtures as well as solution 
analysis. The principle involved is the same for both gas and 
solution analysis. It might be described as an adsorption/de- 
sorption process. It is important to know what adsorption means. 
Adsorption is not the same as absorption. Adsorption is a sur- 
face phenomenon, the holding of one substance in the surface of 
another; absorption means the penetration of one substance into 
another, for example, ink into blotting paper. 
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Components in a mixture are adsorped on to a suitable medium 
and then released (desorbed). Since the rate of adsorption/ 
desorption is different for different substances, separation of 
even extremely complex mixtures becomes possible. Some sub- 
divisions of chromatographic techniques are: 


Adsorption Chromatography 
Here adsorption/desorption takes place on a finely divided solid, 
usually supported in a column. The separation is brought about 
by some components in- the mixture being adsorped, for some 
length of time, by the column material. The extent of adsorption 
is usually related directly to the polarity of the compound; that 
is, the more polar a substance, the more it is adsorped. 

A vertical glass tube is packed with a column of adsorbent. 
Calcium carbonate, calcium sulphate or aluminium oxide, all in 





Figure 9(a). A simple demonstration of the selective adsorption is the use of a 
piece of chalk to separate the dyes contained in coloured inks, left to right, 
black ink, blue ink, red.ink, white chalk 
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powdered form, are common adsorbents. A solution of the 
mixture, the components of which are to be separated, is poured 
on to the column. The best solvent used to dissolve a mixture is 
determined by experiment. The mixture is then washed or eluted 
through the column by adding more solvent. The solvent is usually 
called the eluting solution, and the process of washing is called 
elution. 





Figure 9(b). Apparatus used for chalk chromatography, showing a petri dish 
containing the solution and beakers containing the inks 


Consider a mixture of A and B. A is more polar than B. 

As this mixture is washed or eluted through the column by the 
eluting solution, the more polar A, being more firmly adsorped, 
is held back on to the column material so that the first wash 
contains B. Continued eluting then brings out A. 

Chromatography was discovered by the Russian-born chemist- 
botanist Tswett in 1903. He was experimenting with the pigment 
chlorophyll and he described his technique thus: 


When a petroleum ether solution is filtered through a column of 
adsorbent (I use mainly calcium carbonate which is tamped firmly 
into a narrow glass tube), the pigments are resolved, according to the 
adsorption sequence, from top to bottom into various coloured zones. 
The more strongly adsorbed pigments displace the more weakly 
adsorbed ones and force them further downward. 
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Figure 10. Apparatus used for column chromato- 

graphy showing the glass column with the eluting 

solvent passing through the adsorbent material 

which is coloured by the solution of the mixture to 
be separated 


This separation becomes practically complete when, after the pig- 
ment solution has flowed through, one passes a stream of pure solvent 
through the absorbent column. Like light rays in the spectrum, the 
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different components of a pigment mixture, obeying a'law, separate 
on to the calcium carbonate column and can thus be qualitatively 
and quantitatively determined. I call such a preparation a chromato- 
gram, and the corresponding method, the chromatographic method. 

It is self-evident that the adsorption phenomena described are not 
restricted to the chlorophyll pigments and one must assume that all 
kinds of coloured and colourless chemical compounds are subject to 
the same laws. 


Although well described, this technique was not used again by 
chemists until some 40 years later. How many similar discoveries 
are waiting to be developed ? 


Paper Chromatography 

Because it is a simple technique, paper chromatography is ex- 
tensively used. The name tells how the separation is carried out, 
namely on paper; ordinary filter paper is the most commonly 
used material. 

The principle is the same as for adsorption chromatography. 
Water molecules are present in the paper and these are linked to 
the cellulose fibres of the paper. These water molecules act as 
the stationary part, like the solid adsorbent in column chromato- 
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Spot of mixture large filter paper 


Wick cut from paper 
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as a cover 
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Figure 11. Apparatus used for paper chromatography 
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graphy, and hold back polar substances more than non-polar 
substances. The eluting solvent is usually brought through the 
paper by capillary action. 

Paper chromatography is most suited when only very small 
quantities are available. Forensic science uses paper chromato- 
graphy for the identification of poisons and drugs, and extremely 
small quantities of these materials can be accurately identified. 
Health authorities use chromatographic techniques to detect 
trace quantities of illegal dyes, preservatives or flavourings which 
may have been added to foodstuffs. 





Figure 12. Paper chromatography of dyes in ink, 

(i) blue ink, (it) red ink, (iii) black ink, (iv) green ink. 

Solvent: n-butanol, ethanol, 2M ammonia (60-20: 
20 by volume). 
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Many advances in medicine have been made through the use 
of chromatography, including paper chromatography. For 
example, some eighty related compounds have been found in 
urine by using chromatographic separating techniques. The 
compounds are called steroids. 


Gas Chromatography 

This technique is used for analysis of gaseous substances. It can 
be used for liquids and solids, provided they can be volatilized 
(vaporized) without decomposition. The sample to be analysed is 
injected into the apparatus and moves by means of a carrier gas 
(usually nitrogen because it is inert) through the adsorbent which 
is packed in a column. The oil refining industry uses gas chroma- 
tography extensively. Samples are taken at various stages during 
the refining process and analysed. Hence the quality of their 
products is controlled. 





Figure 13. The catalytic cracking unit at Shell's oil refinery in Sydney 


Because of selective adsorption, the components of the mixture 
emerge at definite intervals from the column and are detected. 
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Sophisticated commercial apparatus, such as that at oil refineries 
incorporates devices for measuring the therma! conductivity of 
the various components and plots this information automatically 
on graphs. These and similar graphs, giving percentage of com- 
ponents are called chromatograms. 


Gas regulator 





Flowmeter Detecting device 





Gas dryer 






To gas collector 
—> or waste 





Recording device 






Amplifier 


Figure 14. Outline of apparatus used for gas chromatography 
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Figure 15. Chromatogram showing the separation of gases from crude petro- 
leum on alumina using hydrogen as the carrier gas 


Chemical Analysis 


Chemical analysis may be used to determine concentration 
changes. Some chemical analysis techniques are: 


(1) Volumetric Analysis 
This is analysis of volume concentration by chemical reaction as 
in acid-base titrations. 

P| 


For reaction rate studies, an analysis is made of samples peri- 
odically withdrawn from the reaction mixture at the required 
time intervals. This determines how the concentration changes. 
An example of this procedure is given by the hydrolysis of the 
ester, ethyl acetate. Ethyl acetate is hydrolysed by water to give 
acetic acid and ethyl alcohol. 


CH,COOC,H; + H,0 = CH;COOH + C,H;OH 


A measure of the increase in concentration of acetic acid can be 
used to determine the rate. The acid produced may be titrated 
against a standard alkali solution to determine its concentration. 
However, precautions must be taken to prevent further reaction 
occurring while the analysis is being made. In ester hydrolysis 
the samples are immediately diluted to prevent further hydrolysis. 
With some reactions it is particularly difficult to prevent the 
reaction continuing whilst measurements are made. 


(2) Gravimetric Analysis 

If an insoluble substance can be precipitated from the reaction 
mixture, gravimetric analysis is used to determine the original 
concentration. An example of this is the hydrolysis by alkali of 
an alkyl halide to give the corresponding alcohol and aqueous 
chloride. 


C,H-;Cliy alc OH@) eames C,H;OH,y + Cli 
Addition of Ag+ ion will precipitate the Cl- ion as insoluble 
silver chloride. 

Ney ie lig, = SE, 
This insoluble substance is filtered off, dried and weighed. The 
fraction of Cl- ion making up the total weight is calculated, and 


thus the concentration of Cl- ion originally present may be de- 
termined. 


Physical Analysis 


If a change in a physical property is related to a reactant’s con- 
centration, such variations in physical properties are a useful 
means of measuring the concentration changes. 


(1) Pressure Changes 
In gaseous reactions, where the number of moles initially present 
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changes during the course of the reaction, the resulting changes 
in pressure can be used to determine concentration changes. 


Consider N,O4 = 2NO @) 


The concentration of NO, is directly related to the increase in 
pressure if the reaction rate is being studied at constant volume. 


(2) Other Properties 

These include colour intensity changes, density changes, and 
electrical conductivity changes. These may be used as an indirect 
measure of concentration changes, provided that instruments of 
sufficient accuracy are available to measure these physical changes. 
Colour intensity changes are the simplest to measure, and the 
instrument need be no more than a device which allows the eye 
to compare a standard colour representing a known concentra- 
tion, with the colour of the unknown. The concentration of 
chlorine in swimming pools is determined by this colour matching 
method, and the concentration of hydrogen ions as a measure of 
the acidity of solutions is also determined by colour matching, 
using a universal indicator or pH papers. 

Chemists prefer using physical methods rather than chemical 
methods for measuring concentration changes and for determining 
reaction rates. Chemical methods usually disturb the course of a 
reaction by increasing the volume or by removing some of the 
reactants and/or products, from the reaction mixture. 


Heterogeneous and Homogeneous Reactions 


Generally the reaction rates studied will be for homogeneous 
(Greek homos—same, and genos—kind) reactions, that is, re- 
actions in which the reactants, and in most cases the products, 
are in the same physical state. Reactions where the reactants are 
in different physical states are termed heterogeneous (Greek 
heteres—other). The reaction between magnesium and dilute 
hydrochloric acid is an example of a heterogeneous reaction. 
Two complications arise in the study of reaction rates for hetero- 
geneous reactions involving the solid state. 
These are: 
(1) The surface area of the solid influences the rate of reaction. A 
mixture of coal dust and air can explode, whereas lumps of 
coal burn comfortably in air. It is practically impossible to 
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measure the exposed surface area of a solid; hence controlled 
conditions for the study of heterogeneous reactions are prac- 
tically impossible to maintain. Some of the early coal-carrying 
ships were lost at sea because it was not realized that coal dust 
and air could explode. 

(2) The concentration changes occur at the boundary where the 
reaction is proceeding and not throughout the total reaction 
environment. This makes such changes difficult to measure. 

There are no fundamental chemical differences between homo- 

geneous and heterogeneous reactions. Homogeneous reactions 

are easier to study, and therefore are used extensively in this 
booklet. 


Factors Affecting 
Reaction Rates 


What are the factors affecting reaction rates ? 
You must have observed reactions that have not worked well, or 
have not worked at all! (The latter usually happens during a class 
demonstration—to the embarrassment of one, and to the amuse- 
ment of many!) Why does this happen? The polite answer is that 
conditions have been varied, albeit unknowingly, from those most 
desirable. What then are these conditions that affect the rates of 
reaction? Laboratory observations over a long term have shown 
that there are four. They are: 

(a) nature of reactants, 

(b) concentration of reactants, 

(c) temperature, and 

(d) catalysis. 


Nature of Reactants 


It is a fact of chemistry that some reactions are fast, while others 
are slow. Can any predictions be made about reactions and their 
rate, by inspection? Consider the following reactions involving 
oxygen at room temperature: 
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C,H;,OH,, + 207, = 9 CH.CHOw + H,0,, very slow at 20°C 

2NO@ + Ox, = 2NO,,, moderate at 20°C 
oper sO ay HO extremely slow at 20°C 
CHa a 607, 20, extremely slow at 20°C 
BD — AB hy = 1836), extremely fast at 20°C 


All the above reactions involve oxygen, yet there is a wide 
variation in reaction rate. A possible conclusion is that the differ- 
ence in rates is due to the nature of the other reactant. The nature 
of the reactants as a factor in determining the speed of a chemical 
reaction has been recognized, if not explicitly stated, since chemistry 
was first studied by the alchemists. However, no explanations 
were given until reactions were described in terms of the atomic 
nature of matter about fifty years ago. by an American chemist, 
Gilbert Lewis, and more recently by another American chemist, 
Linus Pauling—the 1954 Nobel Prize winner in chemistry ‘for his 
research into the nature of the chemical bond’. But prediction of 
rates, although at times fairly haphazard, is being made more 
reliable as we gain more knowledge of the way in which atoms 
make and break bonds with other atoms. This study of the way, 
or mechanism, by which a reaction occurs, and the rate of re- 
reaction, is called chemical kinetics. Chemical kinetics make the 
following predictions: 

(a) Reactions between ions which combine in a mole-to-mole 
ratio are almost instantaneous. 

For example: 

ABGy a Clay,= Ag*Cl,, very fast 
Bag Ora = Ba**SO7, very fast 


Both these reactions have a simple mechanism; contact between 
oppositely charged ions is sufficient for reaction to occur. 

(b) Reactions between complex ions are usually slower than those 
between simple ions. 
For example, the reaction 


> C,0.fa) + 2MnOjia) + 16H;0b) = 10CO.+ 2Mn?t, + 24H,0 


(aq) 
is quite slow at room temperatures. This is not unexpected. The 
reaction looks more complicated and probably is; it will there- 
fore take longer. But inspection is not always a valid guide. The 
oxidation of the iron II ion (Fe?) to the iron III ion (Fez ) 
by acidified permanganate solution looks like a complicated 
reaction yet is quite fast! 


ws 


MnO;,,, + 5 Fe?#) + 8H,O¢ 


(aq) 


Mn?t, + 5 Fest, + 12H,O 


4 (aq) 
(c) Reactions involving molecules are generally slower than re- 
actions between ions at room temperature. 
For example, the burning of octane with oxygen 


CyHigyy + 1240. Pee 9H,Ow) + 8CO 2) 


is, fortunately, extremely slow at room temperatures. 
A study of how these reactions occur, that is of their reaction 
mechanisms, shows that: 
(i) Reactions not requiring bond rearrangements, for example, 


Agia a Clan, = Ascls 


are usually rapid, and 
(ii) reactions involving breaking of bonds, and forming of new 
bonds, for example 


GHy 4 2.07 CO; geecE Or 


are usually slow unless the temperature is high. 
Prediction (i) is often more reliable than prediction (11). 

Because our predictions are not always accurate, there is 
obviously much more to be learnt about how reactions take place. 
To simplify this study, one reaction at a time will be considered. 
This means that the nature of the reactants becomes a constant 
and the other changes—concentration changes, temperature 
changes, and introduction of catalysts—are considered for each 
reaction. 


Concentration Changes 
It has been found by experiment that the rate of a homogeneous 
chemical reaction depends on the concentration of the reactants. 

Consider a simple example. Hydrogen peroxide in an alkaline 
solution decomposes to give water and oxygen. The graph, con- 
solidating the practical results from the study of this decomposi- 
tion, shows the variation of concentration with time. 

As the steepness of the curve is a measure of the reaction rate, 
this graph shows that the reaction was comparatively fast initially, 
but as the concentration of the hydrogen peroxide decreased the 
reaction slowed down. 

From this experiment, and of course many others, it has been 
possible to reach the general conclusion that an increase in the 
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Figure 16 


concentration of a reactant increases the rate of a reaction, or a 
decrease in the concentration decreases the rate of a reaction. 

But the question now becomes: is there a simple relationship 
between the rate of a reaction and the concentrations of the 
reactants ? 

Consider a reaction where a single species is reacting to form 
new products 

A — products 


It may be a decomposition reaction such as 
CO 24) aa CO) ie 40 5,0) 
or it may be a dimerization reaction such as 
= 1 
NOzg = 4N20i@) 


Analysis of the results obtained from rate studies of reactions 
of this type show that frequently it is possible to summarize the 
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experimental findings by the statement—the rate of the reaction 
is proportional to the concentration of the reaction raised to some 
power. 

Rate « [A]” 


Introduction of a constant to change the proportion into an 
equality gives 
Rate! = A[A]" 


Where k is called the specific rate constant or, more 
often, simply the rate constant, 
nis called the order of the reaction. 

A value of n = 0, called zero order, means that the rate of a 
reaction is independent of the concentration of A. Such reactions 
are known. For example, reactions catalysed at metal surfaces 
are sometimes of this type and are called zero order reactions. 


A value of n = 1, called first order, means that the rate of a 
reaction is proportional to the concentration of A, [AJ 
Riz [Al 


A value of n = 2, called second order, means that the rate of a 
reaction is proportional to the square of the concentration of A, 
[AF. 

Rate ="k[A} 


The reaction is said to be second order with respect to A. 
Consider the more complicated reaction between A and B: 


A + B —— products 


As an example of this type of reaction consider the reduction of 
nitric oxide by hydrogen, in the gaseous phase: 


ZNOG =. 2H 4) a N 2) + 2H,0@) 


The rate for this reaction is fairly readily determined by ob- 
serving the changes in pressure during the reaction if the reaction 
is carried out in a closed container. 

Because 4 moles of reactants give only 3 moles of products, the 
reaction has gone to completion when a 25% reduction in initial 
pressure is obtained. i 

Two series of experiments are made. In the first the initial con- 
centration of nitric oxide is kept constant whilst the initial con- 
centration of hydrogen is altered. In the second series the initial 
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concentration of hydrogen is kept constant but the [NO] is 
altered. | 


EXPERIMENT A 
Initial [NO] Constant—varying [H,]—constant temperature 
Results 

Experiment [NO] [H,] Rate (R) 


No. mol js mine 
l constant 1 6 
D constant 2 12 
3 constant 3 18 


Thus, when the [H,] was increased 2 times, as in experiment 2, 
the rate was observed to increase by a factor of 2. When [H,] was 
increased to 3 times that used in the first experiment the rate was 
observed to increase by a factor of 3. 
These results can be expressed: 

R« [H,]! ( [NO] constant; temp. constant) 


EXPERIMENT B 
Initial [H,] constant — varying [NO] — constant temperature 
Results 


Experiment [NO] [H, ] Rate 
No. mollis min 
1 l constant 2) 
2 constant § 
3 3 constant 18 


The relationship between the changes in concentration of NO and 
the observed rate are not at first apparent. It is a proportionality 
involving the square of the concentration, [ ]?. When the [NO] is 
doubled, the rate is increased 4 times. When the [NO] is tripled 
the rate is increased 9 times. 
The results can be expressed: 

R « [NO} ({H,]' constant; temp. constant) 


Thus if R « [H,]' and also « [NO]? it is proportional to the 
product [H,]!. [NO]? when both concentrations are changed. 


i.e., R « [H]}. [NO} 
- R = k [HM]. [NOP 


This particular expression is called the rate equation for this 
reaction. 


aS 


The rate equation is an expression describing the rate of a particular 
reaction in terms of the concentration, usually molar concentrations, of 
each reacting substance. 


A general expression for the rate equation is: 
R =k [A]. [BB]: 


where n and m are the appropriate powers to which [A] and [B] 
must be raised to coincide with the determined experimental data, 
and the dots, ... , represent other reactants which may be in- 
volved. 

In this general expression for the rate equation: 


n is the order of the reaction with respect to the reactant A, 
m is the order of the reaction with respect to the reactant B. 
(n + m) is called the overall order of the reaction. 


For the reduction of nitric oxide by hydrogen, it is found that the 
reaction 1s: 


a first order with respect to hydrogen 
= second order with respect to nitric oxide 
a an overall third order 1.action 


Note that the orders of this reaction are not identical with the 
stoichiometrical coefficients of the balanced equation, 


2NO,) 2H Nj tLe 


2(g) 


It must be stressed that the rate equation is determined by 
experiment and cannot be predicted from an inspection of the 
balanced equation. 

The decomposition of dinitrogen pentoxide (N,Os;) is usually 
represented by the equation 


2N2Os,) ss ANOx,¢) ae Or) 
From experimental evidence the rate equation for this reaction is 
R = &[N,O,}' 


This reaction is first order with respect to N,O.. 

The disparity between the order of the reaction and the stoichio- 
metrical coefficients is because the balanced equation is simply 
an overall statement of what happens and does not indicate the 
path by which the process occurs. There may be several inter- 
mediate steps in the reaction pathway and, if one of these steps 
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is very much slower than the other steps, the observed rate will 
be essentially the rate of this slow step. 
For example, if the reaction 


NOG) oe =A INO ie Or.) 
were to proceed by the steps 


N,0O,, — > NO,, + 0O,,, (very slow) 
NO,, + Oy, ——~ NOx (fast) 


then this would explain the overall first order which has been 
found experimentally. 

If the intermediate steps all proceed at approximately the same 
rate the overall observed rate will be a complicated mixture of 
the rates of the intermediate steps. The series of intermediate 
processes, or steps, which is postulated as the pathway by which 
a reaction proceeds is called the ‘mechanism of a reaction’. 


Temperature Changes 
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Figure 17. Frozen food storage. It is not being frozen that preserves food— 

it is the low temperatures. At —20°C the reactions involved in food deteriora- 

tion are extremely slow. Therefore frozen foods in the home should only be 
kept in refrigerators designed to produce these lower temperatures 


How does temperature affect the rate of a chemical reaction? 
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Chemical evidence and your own experience show that tempera- 
ture has a marked effect on reaction rates. Increase in temperature 
increases the rate of reaction, and the converse also applies. 
This observation is well demonstrated in the home, where the 
stove is used to increase the rate of the reactions involved in 
cooking, while the refrigerator decreases the rate of the reactions 
involved in food decomposition. 

It must be stressed that the rate for both endothermic and 
exothermic reactions is increased with increase of temperature 
and decreased with decrease in temperature. 

It is the rate constant k that is changed with changes in tem- 
perature. k is increased with increase of temperature and de- 
creased with decrease of temperature. The amount of the variation 
in k varies from one reaction to another, but as a rough guide k 
often doubles in value for every 10°C rise in temperature. 

This is a much greater effect than is often appreciated. For a 
100°C change in temperature the rate will be twice as great for the 
first ten degree rise, 4 times as great for the first twenty degree 
rise and therefore for a hundred degree rise the rate increase will 
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= One problem, as yet to be answered, presents itself to the 
2 Fa thinking chemistry student—why does temperature have such a 
- Ad marked effect on reaction rate? This will be discussed later. 
~ +2 
rf 7 Catalysis 

Ask an industrial chemist, ‘What area of research is likely to 


produce the most significant developments for the chemical 
industry?’ and there is a good chance that his answer would be 
‘catalysis’. It is probably true to say that the future of the chemical 
industry is bound up with the development of suitable catalysts. 
Industry has to satisfy ever-increasing demands for new materials 
in commercial quantities, be these drugs, dyes, plastics or heat 
shields for supersonic aircraft and spacecraft. 

Catalysts are needed for increasing reaction rate at lower 
temperatures and pressures since lower temperatures and pressures 
mean lower production costs and, generally, more effective 
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control. They are also used for singling out for attack particular 
substances from complex mixtures. Yet the strange thing is that 
we are constantly surrounded by hundreds of catalysts which do 
just these things. These catalysts are the enzymes which operate 
in practically every chemical process in all living things. 


What are catalysts ? 
The name catalyst was given to chemistry by a Swedish chemist, 
J. J. Berzelius, in 1835. (It is from the Greek and literally means 
‘to loosen’.) A German -chemist, W. Oswald, in 1902 defined 
catalysts as substances whose presence alters the reaction rate 
for a reaction, but which can be recovered unchanged at the 
completion of the reaction. He used the term catalysis to describe 
the effect of catalysts. This definition does not offer any explana- 
tion of how catalysts work, nor did Oswald offer any explanation. 
Catalysts must play some part in a reaction even though their 
recovery unchanged at the end of the reaction gives the im- 
pression that they do not. If they were not involved in the reaction 
then they could hardly change the rate! 


Firstly, some catalysis terminology. 


A negative catalyst is one which slows down a reaction. An 
example is the use of tetraethyl lead (T.E.L.), in petrols. A petrol 
air mixture explodes. A steady burning rather than an explosion 
is more efficient in the internal combusion engine because this 
increases performance and engine life. The addition of small 
quantities of tetraethyl lead (Pb(C,H,),), slows down the petrol 
air reaction, but increases air pollution. 


A positive catalyst increases reaction rate. The terms homogeneous 
and heterogeneous are used to describe the state (i.e., solid, liquid 
or gaseous) of the catalyst in relation to the state of reactants. If 
the catalyst is of the same state as reactants, it is termed a homo- 
geneous catalyst. An example of a homogeneous catalyst is 
nitrogen dioxide in the oxidation of sulphur dioxide to sulphur 
trioxide—all are gases. 


The following reactions show the part that this catalyst plays. 
The reactions, very much simplified, can be represented: 


SOx) a NOx) <_ SO 3,6) a NO, 
NO, 7? 202 (6) a NO.) 
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The overall reaction can be represented by 
SO a2) is 20 2¢@) a SO3¢«) 


An intermediate compound, namely nitric oxide, is formed by 
the catalyst, and the formation of such intermediate compounds 
is typical of homogeneous catalysis. 

An example of a heterogeneous catalyst is the use of platinum 
to catalyse the reaction between hydrogen and oxygen. Hydrogen 
and oxygen react extremely slowly at room temperature. Insertion 
of platinum causes the reaction to take place on the surface of 
the catalyst, resulting in a rise of temperature in the platinum. 
As the platinum gets hotter, the reaction rate increases until it is 
so fast that an explosion results. A corollary here is that surface 
condition has a significant effect on catalytic activity of hetero- 
geneous catalysts. 

The reaction is catalysed because the surface platinum atoms 
are able to adsorb oxygen atoms. 

High energy oxygen molecules strike the metal surface, dis- 
sociate into atoms, and are held. 





Figure 18 


When hydrogen molecules strike the oxygen atoms, they com- 
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bine with them, and remove them from the surface of the catalyst. 
The surface can now accommodate other oxygen atoms. 





H, -+'01——->  H,0 


Figure 19 


As the energy of this reaction is released, so the reaction rate 
increases until an explosion results. 

An example of a heterogeneous catalyst used in the home is 
the flameless igniter for lighting gas appliances. Industry uses 
catalysts extensively. Silver for catalysing the reaction between 
methanol and oxygen for making formaldehyde; vanadium pent- 
oxide in making sulphuric acid; nickel in making petroleum 
products; and platinum rhodium alloy for catalysing the reaction 
between ammonia and oxygen in the manufacture of nitric acid— 
are just a few of countless examples. 

The importance of catalysts to biological systems cannot be 
overstressed. These catalysts—complex organic substances pro- 
duced by the living organism—are termed enzymes (from the 
Greek, meaning ‘in yeast’). Enzymes change inherently slow 
biochemical reactions into faster reactions, making them more 
useful to the organism. 

Enzymes control digestion of food, photosynthesis in plants, 
fermentation processes in beer and wine making: in fact all living 
processes. We depend upon enzymes for life! 

How enzymes catalyse reactions is not fully understood but, 
like other catalysts, they probably form intermediate complexes. 
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The shape of a particular enzyme enables it to fit close to its 
reacting molecule and form a complex. 





reactant enzyme complex 


Figure 20 


This idea is often loosely described as the ‘key and lock’ theory. 
Only one type of key is supposed to fit a particular lock, and so 
only one type of enzyme is able to fit a reactant molecule. This 
explains the specific nature of enzyme catalysis, as it is known 
that only one enzyme will catalyse one particular reaction. 

Since the complex formed in the above reaction is unstable, 
decomposition occurs, yielding the original enzyme, and products 
formed from the reactant. 





complex 





enzyme 


Figure 21 
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Because of the specific nature of enzymes, it is necessary for 
living cells to produce a different enzyme for each of the many 
hundreds. of different chemical reactions required to sustain life. 
It is likely that the rapid growth of cancer cells involves catalytic 
activity. If a way could be found of blocking-out the enzyme or 
enzymes responsible for the rapid reproduction of cells, then it is 
probable that cancer could be controlled. This approach is being 
studied in cancer research. 


The Collision Theory 
for Reaction Rates 


Concentration Considerations 


So far the observed facts of reaction rates have been discussed 
without much theoretical interpretation. The collision theory 
partially succeeds in explaining these observations. This theory 
makes the assumption that, for reaction to occur, the reacting 
species must collide, or at least come close together. 

How can reaction rate be related to collisions? Two more 
reasonable assumptions can be made: 

(a) the greater the number of collisions, the faster the rate, and 

(b) the greater the number of collisions that result in a reaction, 
then the faster the rate. 

Again—fairly realistic? 

If the rate of reaction is dependent on the number of collisions, 
then it should be possible to relate concentration to rate. For this 
study a simple ‘one-step’ reaction will be used. Molecule A reacts 
with molecule B to produce molecule AB. 


A + B —~» AB 


Now the collision theory postulates that the rate of formation 
of AB is proportional to the frequency of collision between A and 
B. How is the collision between A and B related to their con- 
centration ? 


Consider the following hypothetical situations: 
37 


BOX I: contains 1 molecule of A and | molecule of B. 


o 636 


Figure 22. Box I 


Over a period of time the chances are that there will be one 
collision between molecules A and B. 


BOX IL: contains 2 molecules of A and 1 molecule of B. 


oe 
on 
Figure 23. Box II 


Now for the same time interval as considered for Box I, where 
there was the chance of one collision, the chances are that there 
will be two collisions between A and B because there are twice 
as many A molecules present in Box II. 


BOX III: contains 2 molecules of A and 2 molecules of B. 


o 90 
i 


Figure 24. Box III 
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What are the chances of collisions between A and B over the 
same time interval as before? The chances have been increased 
4 times because there are twice as many A molecules and twice 
as many B molecules in Box III as in Box I. 

A pattern is developing. The chance of collision is proportional 
to the number of molecules present (that is, to their concentration) 
and if rate of reaction is dependent on collisions, it can be ex- 
pressed thus: 


R « na where nn = number of moles of A present 
and R « ng where ng = number of moles of B present 


ORS ss Teas 


but na x [A | (in mol /-') 
aUicherwcomn | | (in mol /-*) 
maReea [A]. (B) 
Sree eka [A |P |B] 


Consider the reaction represented by 
2A ——> A, 


and try out the above ‘box argument’. The results will be similar 
to those already obtained, 


Ratecw igen 
1e., R « [A].[A] 
JOR See EEA 
fe Ry lA 


This kind of reasoning can be developed such that the rate 
expression for a general reaction represented by: 


mA + pB + qC —— rD 
becomes: 
R « [A]”. [B]’. [C]? 


Thus the coefficient in the balanced chemical equation des- 
cribing the reaction becomes the exponent in the expression of 
rate. 

But this reasoning is another example of the old adage, ‘A little 
knowledge is a dangerous thing’, because if you remember an 
earlier example, namely, 


oe) 


2H) + 2NOg, = Now + 2H2 0.) 
the experimental evidence showed that 
R_ « [H,].[NO} 


It is fair to say that it is this kind of complication that makes 
reaction rate study so important to chemistry. The reason for the 
discrepancy lies in the way the reaction proceeds. This particular 
example shows that the reaction does not proceed when collision 
occurs between two hydrogen molecules and two nitric oxide 
molecules. If it did, then doubling the concentration of the hydro- 
gen molecules, [H,], would quadruple the rate of the reaction, 


1.6.5 Rice He 


and doubling the concentration of the nitric oxide molecules 
would increase the rate of the reaction by a factor of four, 


Loe ikes| NO}Z 
The overall reaction rate would then be expressed 
Rees | H5/3 [NOL 
which, from experimental evidence, is not the case. 


How can this explained ? 
The way in which the reaction proceeds, called the ‘reaction 
mechanism’, provides an answer. 

The mechanism of the above reaction between hydrogen and 
nitric oxide is step-wise and the balanced equation 


Hin de 2NO Me eee iNy eee 


8) 


does not indicate the series of steps by which the reaction pro- 
ceeds. But the experimentally determined rate equation 


Rees EC a iiNO | 


does. It suggests that a step must occur in this reaction which 
involves a ratio of one hydrogen molecule and two nitric oxide 
molecules, and that this step must be the overall rate determining 
step. This rate-determining step must be the slowest of the steps. 

In the production line of a car manufacturer the overall pro- 
duction rate of the cars must be determined by the slowest step 
in the production line. 
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What are some of the possibilities of step-wise reactions in- 
volving hydrogen molecules and nitric oxide molecules? Two 
reaction mechanisms are suggested. 











(a) H, + NO + NO—+N,O0 + H,0O__.......... 1 
H, + N,O —+ N,+H,0 .......... 2 

balanced equation:2H,+2NO = WN, + 2H,O 

(b) INO RI INO N5O5, 8 > once 3 
NLO3) Hy ——>N,0 4 H50 . wae. 4 
H, + N,O —~N, + H,O- .......... 5 

balanced equation: 2H, + 2NO = N; + 2H,O 





The first reaction mechanism, (a), is not acceptable, since if 
reaction I is to occur then two nitric oxide molecules and one 
hydrogen molecule must collide simultaneously. This means that, 
for reaction 1 to be effective, the simultaneous collision of three 
molecules is required. This type of collision is unlikely to occur. 

Let us look at the exact meaning of the word simultaneous. Two 
molecules coming together, and then hit by a third molecule, is 
not a simultaneous collision. Three molecules colliding at exactly 
the same instant is a simultaneous collision. A simultaneous 
collision of three motor vehicles in motion is an extremely unlikely 
occurrence. 

Using this reasoning, acceptable reaction mechanisms generally 
postulate steps involving two-particle collisions. 

The more favourable reaction mechanism for the reaction 
between hydrogen and nitric oxide is decribed by equations 3, 4 
and 5 above, that is, by a reaction mechanism involving bi- 
molecular collisions in each step. 

It is this kind of relationship, between the experimentally de- 
termined reaction rate and the theoretically interpreted reaction 
mechanism, which makes rate studies so important to chemistry. 
The study of reaction rates provides an insight into the mech- 
anism of a reaction. 

Reaction mechanism cannot be deduced from the balanced 
equation for the reaction. 
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Simple reactions involve few steps and we could predict that 
they will be fast. The equation 


Pine > Ale 0 se FO 


indicates a two ion collision resulting in precipitation of silver 
chloride. Previded that there are no complications with the water 
surrounding each of the ions, it would be ptssible to predict a 
fast reaction. 

More complicated reactions involve many steps and are likely 
to be slow. Examples here are some redox reactions. Oxalate 
ions can be oxidized to carbon dioxide, CO,, by acidified oxidants, 
such as the permanganate ion or the dichromate ion, 


5C,0,24) + 2MnOjest 8Ht = 2Mn2t, + 10COs)+ 4H,0 


This reaction is fairly slow at room temperature, but the similar 
looking reaction, oxidation of the iron II ion by the perman- 
ganate ion in an acid solution, is fast. 


5 Fett a MnOiaj 4 8 He Mn eat 


If the reaction mechanisms were known for the above reactions, 
then more accurate predictions could be made. 


More Collision Theory — 
Energy Consideration 


Consider the following mixtures of gases: 


MixtureA — 1 mole of H, + 1 mole of O, 
in volume V litre at T°C 
MixtureB — 1 mole of H, + 1 mole of F, 


also in volume V litre at T°C 
Both mixtures have a number of similarities: 
(a) both contain hydrogen; 


(b) both contain molecules of similar size—oxygen and fluorine 
molecules are about the same size; 


(c) the number of collisions occurring per second are the same 
in both. One hydrogen molecule in mixture A is likely to 
encounter 10! oxygen molecules per second and one hydrogen 
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in mixture B is likely to encounter 10? fluorine molecules per 
second. 


How these figures are obtained is outside the scope of this book. You can 
find this information in an advanced physical chemistry text book. 


Yet there is one major difference between the mixtures. Mix 
hydrogen and fluorine at room temperature, and you get can 
explosion; mix hydrogen and oxygen under the same conditions 
and no measurable reaction occurs! Why the difference? Does it 
mean that the collision theory is not a sound theory? Does it 
mean that all collisions are not effective collisions from a reaction 
point of view? : 

In one mole of a gas there are the Avogadro number of mole- 
cules, 6 x 1073. If one molecule collides with other molecules 
10'* times every second then the total number of collisions, in one 
mole oi gas, every second is 1035. Consequently, if collision were 
the only requirement for a reaction, reaction between gases would 
be over in a flash! 

Since there are a very great number of collisions occuring, it 
follows that the velocity, and therefore the energy, of the molecules 
will vary considerably. When an individual molecule undergoes a 
collision, the magnitude of its velocity may be increased or de- 
creased depending upon the direction of the collision. If the 
velocity of an individual molecule is increased then it becomes 
more energetic; if the velocity is decreased, the molecule becomes 
less energetic. 


Temperature gives a measure of the average energy content of 
the molecules present. If the temperature is raised, then the 
average energy content of the molecules is increased. If the 
temperature is lowered then the average energy content of the 
molecules is decreased. Temperature increase has two effects: 


m it increases the number of collisions 
= it makes the collisions more violent 


Temperature does not indicate the widespread (distribution) 
of energies that individual particles have. The following graphs 
indicate how an increase in temperature could change the dis- 
tribution of molecular energies. 
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Number of particles 


ee 
Distribution of molecular energies at room temperature 
low high 
(slow moving) (fast moving) 


Figure 25. Distribution of molecular energies at room 


temperature 


At a higher temperature the hump of the distribution curve moves 
to the higher energy end of the energy axis. 


Number of particles 


Distribution of molecular ———>- 


io energies at a higher temperature high 


Figure 26. Distribution of molecular energies at a higher 
temperature 


We have seen earlier how collisions occur with tremendous 
frequency (if tremendous is the right word to describe a frequency 
of the order 103° times per second at room temperature), yet are 
ineffective, as in the case of hydrogen and oxygen. Raise the 
temperature and collisions becomes more effective. At a higher 
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temperature a mixture of hydrogen and oxygen explodes. Because 
the number of collisions is already extremely high it is reasonable 
to assume that the increase in energy content, rather than an 
increase in the number of collisions, makes temperature such an 
important rate-increasing factor. It is reasonable, then, to relate 
reaction rate to molecular energies. Because the energy of the 
particles is related to their movement it will be termed, initially, 
kinetic energy. 


Consider two extreme examples of collision. 

First, consider a gentle collision between two particles each 
having low kinetic energy. If the collision is gentle, then the 
electron clouds surrounding the molecules are not disturbed, and 
the repulsion between the electron clouds of each of the colliding 
molecules causes them to bounce apart again gently. 

Second, consider a violent collision between two particles 
each having high kinetic energy, or a violent collision between a 
very high energy particle and particle of less energy. The collision 
may be sufficiently energetic for the electron clouds of the colliding 
species to be penetrated. Electron rearrangement results, giving a 
new species. 

An obvious analogy presents itself. A collision between cars, 
one or both having high kinetic energy, results in considerable 
damage. While this damage is undesirable, damage from high 
energy molecular collision may be very desirable. 

The reason why some substances react, even at very low tem- 
peratures (and the hydrogen-fluorine reaction is a good example), 
is because one or both species have more than just kinetic energy. 
They have a good chance of, or a good potential for, reacting. 
This potential for reaction is described as potential energy. Fluo- 
rine molecules, even at very low temperatures, have high potential 
energies. 


Activation Energy 

The energy required of a particle, or a combination of particles, 
before they have sufficient energy to react, is termed the activation 
energy and is denoted by the letters A.E. 


Activation energy is the minimum energy (kinetic energy plus potential 
energy) species must possess before they will react. 
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Sometimes this energy is described as ‘threshold’ energy implying 
that this threshold, or barrier, has to be overcome before the 


reaction can proceed. 
But it should not be assumed that every collision between 


molecules, or species, possessing the required minimum of energy 
results in the production of product(s). 


Two things might happen: 
1. The collision is effective, that is, bonds are broken, but an 


intermediate species forms and this then reacts with itself 
instead of with the desired reactant. 
For example, high energy collisions between molecules of A and 


molecules of B may result in bond rupture to give a transitory 
atom of each. These atoms are just as likely to recombine with 


themselves as with the other species. 


products 






reactants 


A, + B, 
not wanted 





wanted 


Library 


Figure 27 


2. The collision stereo-chemistry is not favourable. The term 
stereo-chemistry refers to the orientation of each of the 
colliding species just prior to collision. If the positions 
adopted by each species just prior to collision are not favour- 
able for the forming or breaking of the required bond, 
reaction may not proceed. 

Suppose, in the hypothetical reaction between AB, and XY,, 
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the mechanism demands A forming a bond with X. For this to 
happen during collision, A must hit or come close to X. The 
following orientation would be favourable for this to happen: 


=u) Oe ‘Oo 


AB,XY, 
Figure 28 


Whereas the orientation shown in figure 29 would not be favour- 
able for an AX bond formation. 


== ) Y He 
i (a) () = ———> 20 reaction 
ee, ¥. ie 


B 
Figure 29 


An analogy might be the best way of summing up the ideas so 
far presented in this topic. 

Teams, of two, A and B, the reactants (A + B) set out to com- 
plete an obstacle course. 

The first stage involves a steep climb up the side of the hill to 
a platform outside a narrow tunnel which passes through the hill. 
Only teams which are sufficiently energetic are able to reach the 
platform. Many start, some reach the platform, some are pushed or 
pulled up the hill by others and some simply fall back to the 
start. The tunnel through the hill is so narrow that a team of two, 
A and B, can pass through only if one of the team is carrying the 
other on his back. In chemical language this is the state of the 
activated complex—where both A and B are highly energetic 
and assisting each other in their passage through the tunnel. 
The team of A and B could now be given the symbol, AB*. 
Many other teams of A + B reach the tunnel entrance but are 
unable to pass through because one of the team is not carrying 
the other in the accepted way or orientation. Only those teams 
with the correct orientation are able to pass through the narrow 
tunnel. Once through the tunnel, the team of AB* jump on to a 
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Figure 30 


tandem bicycle which is provided and free-wheel to the finishing 
line. The bicycle is the bond holding the team together (A-B). If 
the finish is at a lower horizontal level than the start, then energy 
is released in the overall process; this is called an exothermic-type 
reaction path. If the finish is at a higher horizontal level than the 
start, then energy is absorbed in the overall process; this is called 
an endothermic-type reaction path. 

These ideas are illustrated chemically by the following energy 
diagrams. 


The difference in energy between A and B initially, and in their 
activated state, is the energy required to initiate the reaction. 
This energy is termed activation energy. Once in the activated 
complex state, energy is released as the products C and D form. 
In this example, the net release of energy is greater than intake, 
so the reaction is exothermic. 

If the reaction is reversed, that is more energy is required to 
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Figure 31. Energy diagram for an exothermic reaction 


form the activated complex than is released—so the reaction is 
now endothermic. 


Activation 
energy 










Energy liberated 





Energy of 
products A + B 







Energy of 


reactants C + D Additional energy required 
to form activated complex 


Potential energy coordinate 






(a 
Path of reaction C + D+>A+B 
(Reaction coordinate) 


Figure 32. Energy diagram for an endothermic reaction 


Catalysis can now be explained. Catalysts provide a reaction path 
requiring less activation energy if the catalyst is a positive one, 
and more activation energy if the catalyst is a negative one. 


In positive catalysis the required activation energy can be 
achieved by more molecules, and hence the reaction goes faster. 
The new reaction path is generally explained by the catalyst 
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Figure 33. Influence of catalysts on required activation energies 


forming a different activated complex requiring less activation 
energy. 

The reduction of potassium chlorate (KCIO3) to potassium 
chloride (KCl), without using the positive catalyst manganese 
dioxide (MnO,), follows the reaction path in which potassium 
perchlorate (KCIO,) is the activated complex. 


Potential energy 





Path of reaction 


Figure 34. Energy diagram for the decomposition of 
KCIO; without MnO, 
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KCIO, —> KCIO, —> KCl + O, 
(reactant) (activated (products) 
complex) 


Using manganese dioxide (MnO,) as the positive catalyst, the 
reduction of potassium chlorate to potassium chloride follows 
a different reaction path from that described above. Here the 
activated complex Mn,O, requires less energy for its formation 
than does potassium perchlorate (KCIO,). 


Potential energy 





—__> 
Path of reaction 


Figure 35. Energy diagram for the decomposition of 
KCIO,; with MnO, 


Many gaseous reactions use metallic catalysts to promote 
reaction rates. The adsorption theory is used to explain this type 


of catalysis. 
An example, from organic chemistry, is the hydrogenation of 


ethene. 


Ni 
CLHyy on H 3% ere CoH oe 


ethene catalyst ethane 


The reaction occurs at the surface of the catalyst—hence the 
term adsorption. In most cases of surface adsorption on to metallic 
catalysts the result is a bond rupture, or a bond weakening, in 
one or more of the reactants. H, is adsorbed on to nickel as H 
atoms and the reaction 


il 


CoH eel ———> Coe 
requires less activation energy than the reaction 
C,H, + Hy = Gus 


As the H leaves the surface in the C,H, the surface is again 
freed to continue catalytic activity. 


In conclusion—does the collision theory successfully explain 
the four factors which affect reaction rates? 


(1) The nature of the reactants 
Because the energy of activation differs so widely from one 
reaction to another reaction, rates are going to vary just as widely. 


(2) Concentration of reactants 
Because concentration affects the number of collisions per unit 
time, the rate will change with concentration changes. 


(3) The temperature 

Because increase in temperature increases the average energy of 
the reactants and, on a smaller scale, increases the number of 
collisions per unit time, activation energy hurdles are more easily 
overcome. The reaction will proceed at a faster rate at a higher 
temperature. 


(4) Catalysts 

These form intermediate compounds or complexes which require 
lower activation energy than the original activated complex, and 
generally make the collisions more effective. 


Summary 


Although the principles governing the progress of chemical 
reactions seem almost self-evident, reaction rates and associated 
kinetics can present a rather complex picture to the young chemist 
—and to the not so young too, for that matter! But it is a fact 
that relatively simple principles underlie this study, and it is these 
principles rather than the associated detail and data that need to 
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be mastered. Of course, detail and data are needed to provide 
examples and illustrate the techniques, but should not be learnt 
in isolation from the principles being supported. 

Although not conscious of it at the time, in earlier chemistry 
courses you probably made a rough-and-ready classification of 
reactions in terms of speed—fast and slow initially, with the 
addition of other groups between these extremes as your experi- 
ence widened. This is hardly scientific; rate as a measure of con- 
centration change in unit time provides a more scientific basis 
for accurate and precise observations. 

For a given reaction, the laws of concentration and temperature 
dependence in determining rate, lead to a quantitative expression 
of rate—the rate equation; a logical follow-up to this is the 
classification of reactions according to this equation—the order 
of reaction classification. 

Activation energy, within the reasonable framework of the 
collision theory, explains the observed dependence of rates on 
concentration, temperature and catalysts. Again it seems almost 
self-evident that active particles (those with excess energy) are the 
ones most likely to react. But it is these self-apparent ‘truths’, 
thought about and experimented on, that have given chemists a 
basis for the determination of reaction mechanisms and a glimpse 
into the processes which occur between chemical particles during 
reaction. 
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Revision Questions 


1 What factors can exert effects on the rates of chemical re- 
actions? In each case explain how the effect is caused. 

2 In reaction rate chemistry the term order is often confused 
with the term molecularity. Define each of these terms so as 
to show that no confusion exists as far as you are concerned. 

3 The reaction of iodine with acetone (CH;),CO, in the presence 
of an acid catalyst is found to be first order with respect to 
both acetone and hydrogen ions, but zero order with respect 
to iodine. 

(i) What is meant by the term ‘order of a reaction’? 

(ii) Write an expression showing how the rate of the above 
reaction depends on the concentrations of the three 
species mentioned. 


54 


(iii) 
(iv) 


Why is a study of the rates of chemical reactions of 
interest to chemists ? 

Give a possible explanation as to why the iodine con- 
centration does not affect the rate of this reaction. 


4 The rate law for the reaction 


2HIig) aa Ha, sae Os 
is given by 
rate = k [HI/? 
(i) How would the rate change if the concentration of the 


(il) 
(iii) 


HI.) was increased to twice its original value? 

How must the HI) concentration be changed in order 
to decrease the rate to one third its original value? 
What are the units of the rate constant k? 


5 Answer, true or false: 


(i) 
(11) 
(iii) 
(iv) 
(v) 


(vi) 


(vii) 


(viii) 


(x1) 
(x) 


It is possible to change the rate of reaction by changing 
the temperature. . 
Frequency of collision between reacting particles 1S 
increased by increased temperature. 
The rates of most reactions change as the reactions 
proceed even if the temperature is held constant. 
In a step-wise reaction the rate determining step is the 
slow one. 
In the reaction 

No + 3H2x, = 2NH 


3(g) 


the ratio of the number of moles of ammonia formed to 
the number of moles of hydrogen used is 3 moles to 
2 moles. 

If two molecules of reactant Y are present in the balanced 
stoichiometic equation representing a reaction involving 
Y, then this reaction is second order with respect to Y. 
An increase in temperature of 10 K always doubles the 
rate of any reaction. 

If a reaction is zero order with respect to any component 
then the rate of reaction is independent of the concentra- 
tion of that component. 

A decrease in temperature lowers the rate of reaction for 
endothermic reactions. 

A catalyst plays no part in a reaction it catalyses. 
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6 Chemical reactions vary greatly in their rates of reaction; 
some proceed at great speed, others proceed very slowly. 
Give examples of reactions at these extreme ends of rate. 
What are the reasons for these differences? 

7 Consider the reaction between formic acid and bromine: 


HCOOH (ag) + BY 9 (49) = CO" Sy 2He = 2Bign 


The initial concentration of Br, was measured and was 
found to be 0.01 M. After 2.5 minutes the Br, concentration 
is 0.0062 M. 

Find the average rate of the reaction in terms of the con- 
sumption of bromine, and then in terms of the formation of 
Br- ions. 

How would you expect the rate of this reaction to change 
with: 
(a) increased time, 
(b) a large bromine concentration at the start, 
(c) increased temperature, 
(d) a homogeneous catalyst, 
(e) diluting the reaction mixture by the addition of water? 
8 The reaction paths for the reversible reaction 


A=B 


is shown by the graph energy plotted against reaction co- 
ordinate. 
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(i) Is the forward reaction exothermic or endothermic? 

(ii) What value of E gives the energy of activation for the 
forward reaction? 

(iii) What value(s) would be altered if a catalyst was used ? 

(iv) What value represents the heat of reaction for the reverse 
reaction ? 

9 Explain the following observations: 

(i) When hydrogen, H,,.,, and oxygen, O,,, are mixed at 
room temperature there is no reaction, yet when a 
platinum gauze is introduced an explosion results. 

(ii) Sugar does not burn in air until strongly heated whereas 
the human body ‘burns’ sugar at 98.4°F (36.9°C). 

(iii) Bottles of fine -aluminium powder carry the warning 
‘DANGER—HIGHLY INFLAMMABLE’ but alumin- 
ium saucepans are used for cooking. 

(iv) A mixture of hydrogen, H;,,,, and chlorine, Cl,,,,, in a 
clear container can be exploded by exposing to sunlight. 

10 What are the essential features of a catalyst? What general 
explanations can you give for catalytic activity ? 
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he also has a diploma of education, is a member of the Australian 
College of Education and an associate of the Royal Australian 
Chemical Institute. 

Mr Stanley holds the rank of Lieutenant Colonel in the C.M.F., 
where his work earned him an Efficiency Decoration, and an O.B.E. 
in 1968. In his spare time he enjoys painting and flying light aircraft. 
From 1950-1959, Mr Stanley taught at Scotch College, Adelaide, 
then was at St Peter’s College from 1960-69. In 1969 and 1970, 
he taught at Marlborough College in England, and had the opportunity 
of seeing at first hand some of the new developments in school 
science in England. 


Besides his work for and in school chemistry, he has been President 


of the South Australian Science Teachers’ Association, and chief 


examiner for Leaving Chemistry for the Public Examinations Board 
in’ South Australia. 
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